* The molecular bonding model.
** Nuclei are treated classically as located at given points in space.
** Electrons are treated quantum mechanically.
** Only valence electrons are involved in bonding, and are typically
shared between the atoms (covalent bonding) or are transferred from
one atom to another (ionic bonding).

* Covalent bonds in H2 (1s-1s bonding)
** The nuclei are two fixed protons.  When they are far apart, the
electron states separate into two sets of hydrogen atom states; each
electron can surround one proton or the other.
** As protons approach each other, there is a finite probability of
transfer between protons (barrier penetration), as we argued with the
double-well potential.  If we just look at 1s states between atoms,
the separate 1s states combine into combination states where the
electron is shared between the two atoms.  The result is a splitting
of the energy level -- one energy level goes up, the other goes down.
If we account for spin, actually two levels go up in energy
(anti-bonding) and two go down (bonding).  H2+ or H2 have one or two
electrons, so they occupy the lowest energy states (the bond states
that are lowered in energy), and so the overall energy is less than
two separate hydrogens.  Two things: it is not clear if this decrease
overcomes the increase in U due to repelling protons.  It is also not
clear what the relative phases are between the two states.
** Now bring atoms even closer.  At this point, the wave-functions
overlap and will distort significantly, and the assumptions we made
when we analyzed the double-well break down.  Still, we get the energy
level splitting, only larger yet.  At this point, we can argue that
the lower energy states involve adding wavefunctions so that they
reinforce in the region between the protons.  This allows the the two
protons to be maximally attracted to the electron(s).  The higher
energy states involve adding the wavefunctions so that they cancel in
the region between the protons.  This pushes the electrons farther
away from the protons and reduces the benefit of having them near both
protons.  The coulomb repulsion between the protons will always
overwhelm any such benefits and no bonding will exist with those
states.
** If you try to bring the two atoms even closer, the coulomb
repulsion between the nuclei begins to dominate any benefits of
sharing the electrons more closely (those benefits are just about
maxed out), even in the bonding states.  Minimum energy appears to
occur at around 2a_0, which is about where the individual atom
wavefunctions overlap the most.
** If you have H2-, H2--, He2+, or He2, now you have 3 or 4 electrons
trying to occupy the 1s combined states.  With 3 electrons, 2 go into
bonding states, 1 go into anti-bonding states; it is still possible
that the molecule will bind together.  With 4 electrons, there is no
benefit to bringing the atoms together: the two atoms will not bond.

* Covalent bonds
** Covalent bonds do not form between filled subshells, or subshells
that are buried too deeply.  Thus covalent bonding typically only
involves valence electrons in the outer s and p orbitals (partially
filled d and f orbitals tend to be buried too deeply to benefit from
covalent bonding)
** ss covalent bonds pretty much form like they do with H2.
** There are three spatial states associated with a p-orbital.  We
separated them into m=1, m=0, m=-1 relative to some arbitrary z-axis,
but for bonding purposes, it is better to separate them into px, py,
and pz.  pz is the same as m=0 (it is a fig 8 aligned with the z-axis),
but px and py are linear combinations of m=1 and m=-1, and are fig 8
aligned with x and y respectively.  Thus, the p orbitals can be split
into three fig 8's aligned in perpendicular directions.
** pp covalent bonds are directional.  If atoms are separated along
z-axis, then pz-pz can overlap significantly, and px-px and py-py
overlap less so.  This results in a splitting of the 6 p-p spatial
states into one low (sigma; Harris p414)bonding state (pz-pz), two
lowish (but not as low) (pi)bonding states (px-px, py-py), two highish
(pi)anti-bonding states (px-px,py-py) and one high (sigma)anti-bonding
state (pz-pz).  Recall that each spatial state can receive two
electrons (one for each spin state).  Examples: N2, O2, F2 (look at
Harris p415).
** sp covalent bond are directional for the atom providing the p electron.
Only one p orbital can bond or anti-bond with an s orbital since s has
one sign and p orbitals have two (the lateral p orbitals overlap + and -
equally with the s orbital, and so no real impact on energy levels).
Examples: HF, H2O (note H2O involves sp bonding with two different p
orbitals; angle is slightly greater than 90deg because of coulomb
repulsion of H nuclei).
** sp^n hybrid states (actual wavefunctions for sp^3 Harris p417).
Sometimes s and p orbitals of the SAME atom combine to form an sp^n
hybrid, that can then covalently bond as if they were all p orbitals.
Common example: carbon normally forms an sp^3 hybrid by first
converting from 2s^2 2p^2 -> 2s^1 2p^3.  For a lone carbon atom, this
would increase the energy, but that is more than made up for by having
4 covalent bonding sites instead of two.  sp^3 forms 4 bonding sites
arranged as a tetrahedron; sp^2 forms 3 bonding sites arranged in a
plane at 120deg angles, and sp forms 2 bonding sites at 180deg
(collinear).

* Polar molecules and ionic bonding.
** Covalent bonds between different elements rarely share the electrons
equally.
** Define ionization energy (E required to remove e: X -> x+),
electron affinity (E released when adding an extra e: X -> X-), and
electronegativity (based on ionization energy + electron affinity).
Halogens have high electronegativity.  Alkali metals have low
electronegativity.
** Atoms with greater electronegativity tend to hoard electrons during
covalent bonding (i.e., the wavefunction for the shared electron has a
greater share of probability closer to the atom with greater
electronegativity).
** Extreme case: one atom steals the electron from the other.  Example:
NaCl.  In that case, it is easiest to think in terms of atomic states,
where Na ionizes and gives its electron to Cl.  This is an ionic bond
(bond itself is due to coulomb attraction).
** All bonds lie in a spectrum between pure covalent (equal sharing)
and pure ionic (one atom steals electron from the other).  For
diatomic molecules, "fractional ionic character" of bond can be
defined by comparing the electric dipole moment (which is zero for
pure covalent and maximum for pure ionic) to what it would be for a
pure ionic bond.

* Molecular vibrations
** Approximate quantum treatment of nuclei.  Recall U(r) (r=separation
distance between nuclei).  U is approximately quadratic around rmin,
the equilibrium separation for the molecule.  Molecule can vibrate around
that minimum.
** E_N = hbar*omega*(N+1/2), where omega = sqrt(k/m).  The m is the
reduced mass of the molecule (1/m = 1/m1 + 1/m2).  The k is the effective
spring constant of the system (k = U''(rmin)).

* Molecular rotations
** Free rotation of molecules is governed by K = L^2 / 2I =
hbar*L(L+1)/2I, where L is the angular momentum quantum number
(L=0,1,2,...) for the molecular rotation.
** Energy levels: E_L = hbar*L(L+1)/2I.

* Molecular spectrum
** Three contributions to energy levels in molecules: electronic state
(energy separations on order of eV), molecular vibrations (energy
separations 0.1-1eV, and are equally spaced), and molecular rotations
(energy separations 0.01-0.1eV, and are NOT equally spaced).
** At normal temperatures, the electronic state excitation is frozen out,
leaving just the vibrational and rotational structure.  Energy levels
labeled by N (vibrational quantum number) and L (angular momentum of
the free rotation).  Each vibrational level is subdivided further into
rotational levels.
** Photons are emitted when molecule goes from higher energy to lower
energy state.  Apparently, both |Delta L|=1 and |Delta N|=1 is
required for photon emission.
** Energy separations:
N->N-1 => Delta E = hbar*omega (constant, 0.1-1eV)
L<->L-1 => Delta E = hbar*L/I (proportional to L, 0.01-0.1eV)
Since E_N dominates, N almost always decreases.  L can decrease or
increase and still have E decrease.  Explain Fig 9.31.
** Molecular spectrum can act as a "fingerprint" for the molecule.

* Ab Initio Quantum Chemistry calculations
(Might be interesting to discuss this.  need to look up details.)


Note to later: there appears to be a selection rule |Delta N|=1 for
photon emissions.  Harris claims this is due to electric dipole
oscillations.  Not convincing, but experimental evidence seems to point
at this selection rule.

pz = Y(1,0)
px = [Y(1,-1) - Y(1,1)]/sqrt(2)  .. or other way
py = i[Y(1,-1) + Y(1,1)]/sqrt(2)

Might want to check the action of the ladder operators to make sure
the relative phases of Y's are consistent with what I assumed.

Definitions of electronegativity(chi) from Wikipedia...

Pauling scale:
chi_A - chi_B = sqrt(Ed(AB) - 0.5*(Ed(AA) + Ed(BB))) / sqrt(eV)
where Ed(XY) is the dissociation energy of the XY molecule.
chi_H = 2.20 (arbitrary).

Mulliken scale:
chi(abs) = [ionization energy + electron affinity]/2
chi(xform to Pauling scale) = (0.187/eV) * chi(abs) + 0.17
